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The Influence of Temperature on Two Alternative Modes of 

Decomposition of Formic Acid, 

By 0. ISr. HiNSHiLWOOD, B.A., Fellow of Trinity College, Oxford, H. Haktliy, 
M. A., Fellow of Balliol College, and B. Topley, Scholar of Trinity College, 
Oxford. 

(Communicated by Prof. J. W. Nicholson, P.E.S. Eeceived October 25, 1921.) 

It is generally agreed that the very rapid increase with temperature of the 
velocity of chemical change is only to be explained by the assumption that 
the reactive molecules are those of relatively large internal energy-content. 
Whether the activation of molecules is brought about by collisions with 
other molecules, or by the absorption of quanta of radiation, is at present 
a matter of controversy. But, given that activated molecules are produced 
in one of these ways, the further question arises as to whether every 
molecule with the necessary critical energy reacts at once, or whether in 
addition to possessing this it must be in a certain phase. In the first case 
the velocity of a chemical change w^ould be simply governed by a '' time of 
relaxation " in the sense of the kinetic theory, while in the second case an 
additional specific factor would be concerned. 

Investigations have failed hitherto to give an unequivocal answer to this 
question, but the study of the influence of temperature on two simultaneous 
modes of decomposition of a molecule such as formic acid appeared to offer an 
•opportunity of deciding it. 

If El and Eg are the critical energies for the two alternative reactions and 
N the total number of molecules, it follows from the kinetic theory that the 
numbers of molecules possessing these respective energies are 

Ni = Ne-S'/i^^ and Ns = Ne-^^/^^^, 

taking a system of two degrees of freedom for mathematical simplicity. Then 

Ni. 



2 



g-(Ei-E2)/ET^ so that if one mode of reaction is associated with a slightly 



lower critical energy it would predominate very largely if the number of 
active molecules were the only factor. 

Actually we find that, although two alternative modes of decomposition of 
formic acid proceed with the same order of velocity, yet the critical incre- 
ments are so different that one reaction should predominate almost entirely 
unless a phase restriction is introduced, and we suggest a possible inter- 
pretation of the phase factor in this specific instance. 

The thermal decomposition of formic acid is subject to a variety of catalytic 
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influences which govern not only the velocity of the decomposition but also 
the nature of the products. Sabatier and Mailhe* have shown that the 
acid may break up in the following ways :— 

(a) H.COOH = CO2 + H2. 

(i) H.OOOH=: CO + H2O, 

(c) 2H.COOH = H-CHO + C02 4-H20. 

Of these reactions only (a) and (h) are of importance nnder the conditions 
of the experiments to be described. The approximate position of equilibrium 
in each can be calculated by ISTernst's theorem, but there is some uncertainty 
both as to the heats of reaction and the chemical constant of formic acid. 
Assuming Thomsen's value" of 69,400 calories for the heat of combustion of 
formic acid, reaction (a) is accompanied by the development of 1,000 calories 
and reaction (6) by the absorption of 9,100 calories. Taking the chemical 
constant of formic acid as 3*3 (PoUitzer) and considering formic acid 
vapour as unassociated,f the following equilibrium constants have been 
calculated : — 



Temperature. 


HOOOH" 

[OO2] [H.]' 


(b). 
[HOOOH] 

[OOJCHgO]* 


[CO] [H2O] 

[coj [H2] • 


Eatio (a)l(J>)^ 


Haber calc. 


200° 0. 
300° C. 


2 -27 X 10~7 
1 -96 X 10-6 


5 '38 X lO-s 

6 -97 X 10-6 


4 -26 K 10-3 
2-8x10-2 


3-5x10-3 
2 -1 X 10-2 



It is, therefore, clear that the formic acid is almost completely decomposed 
in the equilibrium mixture. As a check on the calculations the value of the 
equilibrium constant of the water gas reaction obtained as the ratio of the 
equilibrium constants for (a) and (h) is compared with the constant calculated 
from Haber's equation.l The agreement is satisfactory. 

We have determined the velocity of decomposition of formic acid in glass 
vessels between 240° and 300° 0. when reactions (a) and (h) proceed simul- 
taneously. Both reactions appear to take place on the surface of the glass, 
and they follow the monomolecular law, but the chief interest of the work 
lies in the fact that their temperature coefficients differ considerably. 

The method of experiment consisted in measuring the increase in pressure 
which accompanies the decomposition of formic acid vapour, and in analysing. 

* *a E.; vol. 152, p. 1212 (1911). 

t Peterson and Ekstrand found only 6 per cent, association at 214° C, 

t ^Zeit. Phys. Chem.,' 1910, vol. 68, p. 731. 
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the gaseous products of decomposition in a Haldane gas-analysis apparatus. 
The decomposition vessel consisted of a cylindrical bulb, of about 8 c.c. 
capacity, drawn out at the upper end for the purpose of filling, the lower 
portion being sealed to a capillary mercury manometer. The cross-section of 
the latter was sufficiently small to enable the change in volume of the vapour 
in the bulb due to the rise of the mercury in the capillary to be ignored. 
The bulb wgj^s filled with formic acid vapour as in the Dumas method of deter- 
mining vapour densities. Transfer of the gas to the Haldane apparatus was 
effected by a piece of rubber tubing filled with mercury under which the tip 
of the bulb was broken. The proportions of carbon monoxide, carbon dioxide 
and hydrogen were determined in each reaction product. Vapour baths of 
boiling quinoline and other liquids were used as thermostats. 

The decomposition always follows the monomolecular law as illustrated by 
the following example : — 



Decomposition of 85 per cent. Formic Acid at 283° C. 



Time in minutes. 


Increase of pressure in 






mm. of Hg. 


Jc = i/jflog, 475/475 -07. 


t. 


X. 




11 


73 


-0152 


24 


149 


-0157 


36 


203 


-0154 


50 


251 


-0150 


75 


318 


-0148 


105 


383 


-0156 


128 


416 


-0163 


00 

1 


475 


, 



Similar results were obtained with 96 per cent, acid, showing that the 
presence of some water initially does not affect the reaction appreciably. The 
relative velocities of reactions (a) and (b) vary considerably with the nature 
of the glass surface, and may differ even in two bulbs made of similar glass 
and of the same area and volume, so that in order to determine their tem- 
perature coefficients series of measurements were made at different 
temperatures in the same bulbs with the following results (kco, and A;co 
being the velocity constants for reactions (a) and (6) respectively) : — 
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1 


Temperature. 


fetal. 


JcCo^, 


r""""" - 

JcCO. 


1 

Ratio JcQoJJcco, 


Bulb 1 


o 

244 
267 -6 
280 
298 
303 

244 
302 

244 
300 

244 

243 


-0023 
-0045 
-0095 
-0107 
-0237 

0-00147 
-0160 

-00084 
-0145 

-00108 

-00057 


-00061 
-00099 
-0051 
-0056 
0-0152 

-0057 
-0117 

-00015 
-0086 

-00028 


-0017 
-0035 
-0044 
-0051 
-0085 

-00090 
-0043 

-00069 
-0059 

-00080 


0-35 

0-28 1 

1-16 

1-10 

1-7 

0-63 

2-70 

0-21 
1-5 

0-35 


Bulb 2 


Bulb 3 

t 

Bulb 4 


Bulb 5 





Values for similar bulbs at 24.4° containing varying amounts of broken 
glass or quill tubing were as follows :-— 



/J^total. 



^COn. 



/•^CO. 



^COn/^CO. 



-0167 
0-0044 
-0025 



-0016 
-00088 
-00045 



-0095 
-0035 
-0020 



0-17 
0-25 
0-23 



0-22 



The mean value of /aotai for bulbs without added glass was 0*0012 at 244"^. 
The results obtained with bulb 1 are plotted in the diagram. The 




following temperature coefficients for a rise of 10° C. have been calculated 
by plotting logy^co^ and log^oo against temperature for each series of 
experiments :— 



Influence of Temperature on Decomposition^ of Formic Acid. 579 



Eatio for Else of 10^ (h-^io/h)- 





1 
^002. -^co. 


Bulb 1 


1-74 1 -29 
1 -68 1 '31 

2-06 I 1 -47 

1 


Bulb 2 


Bulb 3 




Mean 


1-83 


1-35 





Thus, although the values of the velocity constants in different experi- 
ments at the same temperature differ considerably owing to the varying 
catalytic properties of the surface, it is clear that reaction (a) producing: 
carbon dioxide has a much higher temperature coefficient than reaction 
(h) producing carbon monoxide. 

The following points, however, require consideration before any special 
significance is attached to this result : — 

1. As, according to Haber's results (loc, cit.), the proportion of carbon 
dioxide to monoxide in the equilibrium water gas mixtures would be 6*9 
at 300^ 0. and 3*7 at 400° C, the increased proportion of carbon dioxide 
formed at the higher temperatures might *be due to the secondary inter- 
action of carbon monoxide and water vapour if the water gas equilibrium is 
established sufficiently rapidly in glass vessels at 300°. This point was 
tested experimentally, and it was found that the rate of this secondary 
reaction was negligible even at 350^. 

2. In order to prove that the formation of carbon dioxide was not 
favoured by the higher vapour pressure of mercury at the higher tem- 
perature, a series of experiments were made in sealed glass bulbs without a 
mercury manometer. The analysis of the gaseous products showed that the 
proportion of carbon dioxide and hydrogen increased at higher temperatures 
as in the presence of mercury. The results are tabulated below, and 
incidentally they illustrate the curious influence of the nature of the glass on 
the course of the decomposition : — 



Bulb- 


G-lass. 


Ratio CO2/CO + CO.. 


349°. 


302°. 


239°. 


1 

2 
3 
4 
5 
6 
7 


Soda 


0-90 
0-76 
0-84 
0'86 
0-90 
0-89" 
0-92 


0-74 
0-73 

0-68 
0-85 


0-39 

0-48 

0-63 

0-76 


Soda 


Soda 


Jena 


Jena 


BorosiUcate 


Borosilicate 
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In the Jena glass there was always less hydrogen produced than carbon 
dioxide, indicating that reaction (c) had taken place to a small extent. This 
agrees with the observations of Sabatier and Mailhe. 

3. Finally, it was necessary to consider the possibility that the high 
temperature coefficient of the reaction H.COOH = CO2 + H2 might be due 
to its taking place to a considerable extent in the homogeneous phase at the 
higher temperatures. The relation between the velocity of decomposition 
and the area of the surface of the glass exposed was therefore investigated at 
294° C. in the following way :— 

Two pairs of bulbs were blown, the two bulbs of each pair being of glass 
cut from the same length of tubing, in order that the nature of the surface 
might be the same in each case. Into one bulb of each pair were placed 
fragments of glass (about 1 square cm. in area), prepared by breaking up a 
measured cylinder of the same glass as the corresponding bulb. In this way 
two pairs of decomposition vessels were made, the bulbs of each pair being of 
the same glass, but differing in area and volume. 

If the reaction at this higher temperature (294° C.) takes place to any 

considerable extent in the homogeneous phase, the velocity should be much 

less dependent upon the ratio ^ area/volume than at lower temperatures. 

Actually, it is found that the velocity of reaction increases not merely in 

proportion to the area of the walls of the vessel, but even more rapidly, 

since, apparently, the sharp edges of the pieces of glass added are specially 

active. The results obtained were : — - 

-T7- t. • £ 1 n J 7 (area/volume) (X ^ r* 
iirst pair or bulbs, a and ) '-. — f-^ = 3*6. 

(area/ volume) c) 

kco for a _ g.^ /^co, foi* '^ _ y.g 

kco for h ' 7^003 loi* ^ 

o ^ • i! 1 11. J 7 (area/volume) g ,. . 
becond pair or bulbs, c and a ) '- — ^ — 3'1. 

(area/ volume) a 

^co io^ G _ .n. Icqo, for c __ ^... 

/.CO for d -" ^•^' WfoF^S™ 

Erom this it is clear that, even at 294°, the carbon dioxide reaction is 
still as largely influenced by the surface of the glass as the carbon monoxide 
reaction. 

It appears, therefore, that the heterogeneous reactions involved in these 
two modes of decomposition of formic acid really have very different tem- 
perature coefficients, and that one of them is of the same order as that 
characteristic of a homogeneous reaction. This obviously lends support to 
the theory of heterogeneous catalysis, which assumes the reaction to take 
place slowly in a unimolecular layer at the surface of the catalyst, rather 
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than to the old theory, which assumes the reaction to take place rapidly on 
the surface of the catalyst, its velocity being determined by the rate of 
diffusion through an absorbed layer of considerable thickness. In the case 
investigated, both reactions would be affected equally by the rate of 
diffusion of the formic acid. 

Calculating the critical increments for the two reactions from the formula 

' ^ -=:,^--. we find for the decomposition giving the monoxide Eoo = 16,000 

ClL JAiJL 

calories per molecule (approx.), and, for the dioxide, Ecog = 28,000 calories 
(approx.). (An assumption underlies this procedure, namely, that the 
extent of the glass surface covered does not vary with temperature. This 
can only be approximately true, but, since the reactant is the same in each 
reaction, the relative value of the two critical energies will not be seriously 
in error.) 

Since the numbers of molecules activated for the two reactions are pro- 
portional to e"^^^^^/^^ and e"^^^^^/^^^ about e^^ molecules should yield carbon 
monoxide for one yielding the dioxide. Actually, the rates are of the same 
order. Hence the idea of a phase restriction. 

The following suggestion is only intended to illustrate how the phase 
condition may be interpreted physically. Suppose the formic acid molecule 
adsorbed on the surface by the residual affinity of the >C0 group. In the 
case of a sufficiently activated molecule, a violent collision between the 
— H and — OH groups may occur, and a hydrogen molecule be split off. 
Although the requisite degree of activation may be attained but rarely, 
nevertheless, a high percentage of these collisions in the activated molecules 
may result in this type of decomposition. On the other hand, for water to 
be eliminated and carbon monoxide left, a high degree of activation is not 
required, possibly as the removal of an — OH group, as a whole, from an 
organic compound is a much less profound change than the fission of the 
hydrogen and oxygen, but very few of the activated molecules may decompose 
because it is necessary to await the contingency that the forces holding 
the — OH and — H to the carbon should be in a weak enough condition 
simultaneously to allow " uncoupling '' of the molecule. 

We are well aware that this is an ad hoc hypothesis, but it appeared 
better to attempt a physical interpretation than to leave the phase-factor as 
a purely mathematical conception. 

We wish to express our thanks to Dr. C. G. Douglas, who kindly lent the 
Haldane apparatus with which the analyses were made. 
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